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Oxidation of formaldehyde with Nessler's reagent, a mild oxidant, in alkaline media has
been studied. The reaction shows first order dependence with respect to both [Hg(I1)] and
[HCHO]. The rate is inversely proportional to [1-], and directly proportional to [OH-]2. A
general mechanism involving a two-electron transfer in the rate determining step has been
proposed taking HgI~- as the reacting species.
IN continuation of our earlier work on thekinetics of the oxidation of «-hydroxy-ketonesand aldehydes using ferricyanide- and Tolleri's
reagent (AgNH~+) (ref. 2) as mild oxidants, we report
in this paper the kinetics and mechanism of
oxidation of formaldehyde with Nessler's reagent
(HgI~-) in the presence of sodium hyclroxide. The
use of Nessler's reagent as an oxidant has been shown
by Goswami and coworkers- in the estimation of
a number of aliphatic aldehydes such as formalde-
hyde, acetaldehyde, etc., «-hydroxy-aldehydes and
ketones such as acetoin, benzoin and reducing sugars.
Materials and Methods
All the chemicals used were of analar (BDH)
grade. Freshly prepared standard solution of KI
was used so that KI solution may be free from iodine.
Solution of the formaldehyde was standardized
against sodium hypo-iodide solution", The stock
solution of KCNS was prepared in distilled water
and standardized according to Volhard/s method".
The experimental procedure consisted of preparing
the complex (K2HgI4) by mixing the solutions of
known volume of KI and mercuric chloride.
Standard solution of KCI was used to keep the
ionic strength constant. The reactants were equi-
librated with an accuracy of ± 0.1°. 10 ml portions
of the reaction mixture were taken in different
conical flasks and after adding 10 ml of formal-
dehvde solution to each flask at an interval of
1 min. which was also counted while recording the
time, the progress of the reaction was followed by
estimating the amount of HgO produced with
standard thiocyanate using' ferric alum as the
indicator (Volhard's method)! after definite time
intervals.
Effect of varying [Hg(II)] - The initial dx/dt was
calculated from the linear plot of [Hg(II)J (in terms
of KCNS) against time at 30° and 35°. The values
of kl were calculated by dividing initial dxld; with
[HgCI2J (Table 1). Average kl values were obtained
from the slope values of first order plots of log (a-x)
versus time (Fig. 1) at 30°. It is clear from Fig. 1
that first order plots are fairly uniform up to 70%
of the reaction; after that, there is some retarding
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effect. This clearly indicates that the reaction is
first order with respect to [Hg(II)J. Similar effect
of varying [Hg(II)] on the reaction rate was observed
at 35°.
Effect of varying [HCHO] - It is observed that
initial (dxldt) gradually increases with increasing
[HCHOJ (Table 2). The values of kl/[formaldehydeJ
are fairly constant indicating that the rate of
reaction is directly proportional to [HCHO].
Effect of varying [OH-J - The data in Table 3
show that the values of (dx/dt)/[OH-J2 are fairly con-
stant ind icating that reaction rate is proportional
to [OH-]2. The linear plots of initial (dx/dt) versus
[OH-J2 passing through origin also supported the
above contention.
Effect of varying [1-J - The data in Table 4 show
fairly constant values for (dx/dt) X [1-J, indicating
TABLE 1 - EFFECT OF VARYING [Hg(I1)) ON THE
REACTIONRATE
UKI] = 10'Oxl0-2M; [NaOH]=4'Oxl0-IM; [HCHO] =9'35
x 10-IM}
(dx/dt) x 10' kl x 101
mole (mirr-')
litre-l min=!
(graphical)
[HgCl.l
x 102M
kl X 10· .(min-l)
[obtained
from Fig. 1)
TEMP.= 300
0·2 1-15 5·70 2·70
0·3 1·50 5·00 2·76
0·4 2·10 5·25 2·88
0·5 2·65 5·30 2·89
0·6 3·25 5·41 2·99
0·8 4·20 5·25 3·10
TEMP.= 350
0·2 2·10 10·50 4·38
0·3 3'20 10·60 4·15
0·4 4·10 10·20 4·61
0·5 5·00 10·00 4'84
0·6 6·10 10·20 4·88
Values of kl were calculated by dividing (dxldt) with
[HgCl.l·
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Fig. 1 -. Plots of log (a-x) versus time at 30° ([KI) = 10·0
xl0-IM; [NaOH) = 4'Oxl0-2M; [HCHO] = 9'35xl0-'M;
!l = 0'50M}
TABLE 2 - EFFECT OF VARYING [HCHO) ON THE
REACTION RATE
([HgCla] = 0'5xl0-DM; [KI] = 10·00 X 10-2M; [NaOH]=4'00
X lO-2M}
[HCHO] X 102M (dx/dt) X 10'
mole
Iitre=! min-l
(graphical)
kl/[HCHO] X 10
(mcle'<
litre min=')
TEMP,= 30°
5·0 H5 3·1 6·20
8·0 2·25 4·5 5'52
11·0 3·20 6·4 5·81
15·0 4'20 8·4 5'60
22·0 6'40 12·8 5·82
26·0 7·60 15·2 5·85
35·0 10·40 20·8 5·94
TEMP.= 35°, [NaOH] = 5'Oxl0-IM
1·0 0·90 1-80 18·0
2·0 1'85 3·70 18·5
4·0 3'70 7·40 18'5
7·5 6·60 13·20 17·7
12'5 10·90 21·00 17·4
that the rate of reaction is inversely proportional
to [1-J. A gradual decrease in the first order rate
constant has also been observed with progress in
the reaction in a particular run (Fig. 1), and has
been attributed to the retarding effect of iodide
ions.
Since [1-J was always kept greater than four times
the [Hg (II)] , the main existing species would be
Hgli-· However, existence of the species HgIl-
has also been reported. According to Moeller'".
there cannot be the formation of halo complexes
other than HgI~- and Hgq- in the presence of
excess of iodide ions. Thus, it is quite possible
TABLE 3 - EFFECT OF VARYING [NaOH] ON THE
REACTIONRATE
[[HgCI2] = 0'50xl0-2M; [KI) = 5'Oxl0-IM; [HCHO]=9'35
X 10-2M}
[NaOH] x 102M (dx/dt) x 10' dx/dt 10
mole litre'? min"! [OH-]" X
(graphical) (litre mole=! min=)
TEMP.= 30°
1·0 0·50 5·00
2·0 1·80 4·50
3·0 3·80 4·20
4·0 5·60 3'50
5·0 9·20 3-70
6·0 13-00 3'50
8·0 36·00 3'60
10·0 36·00 3·60
1·0
2·0
4·0
6·0
TEMP.= 35°, [KI] = 10·0 x 10-2M
0·55
1·40
5-70
13-20
5·50
3·50
3·56
3·74
TABLE 4 - EFFECT OF VARYING [1-] ON THE
REACTIONRATE
[[HgCI.] = 0'50xl0-'M; [NaOH] = 4·00 X lo-zM; [HCHO]
= 9·35 X 10-2M}
[KI] X 102M (dx/dt) X 104M (dx/dt) X [1-] X 10'
mole litre-l minr! mole" litre-' mirr?
TEMP.= 30°
5·0 4-80 2040
8·0 3·70 2·90
10·0 3·20 3·20
20·0 1·70 3·40
40·0 1·20 4·80
80·0 0'60 4·80
TEMP.= 35°
5·0 8·50 4·50
10·0 5·00 5·00
20·0 2·70 5·40
40·0 1'95 7·80
TABLE 5- VALUESOFVARIOUSCONSTANTSOBTAINEDFROM
THE LINEAR PLOTS OF l/RATE VERSUS (1) [1-],
(2) 1/[Hg(II)]total. (3) 1/[OH-]" AND
(4) 1/[HCHO]
Plot Intercept on
Y-axis
akl X 10-0 KSlope values
1
2
3
4
1·2xl0· 15·80
21·55
11·20
20·10
1·9 x 10'
19·00
3·00
3·4 X 10'
HI
TEMP.= 35°
1
2
3
4
1·1 X 10'
9·00
2·80
1·13 X 10'
1-67 13-62
12048
11·89
13-61
0·8 X 10'
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Scheme 1
that the total [Hg(II)] in alkaline solution contain-
ing excess of iodide ions exists as [Hgn-) and [Hgl!-].
Kinetically, it appears that there should be an equi-
librium of type shown in Eq. (1) for both the
species.
K
HgI;+1-~HgI~- ... (1)
The redox potential of Hg1i- is 0·04 V mentioned
but that of Hglii could not be obtained. However,
our results are in agreement with the fact that the
Hg1~- is more powerful oxidizing agent and suggests
a greater Eo value for reaction (1) than for Hg2++41-
~Hg1~-. Further, due to the greater stability of
species Hgg- and Hg1~-, it appears that free Hg(II)
ions are negligible.
The retarding effect of iodide ion indicates that
the main oxidizing species is Hg1§- and that Hg I]:
is resistant to reduction.
From Eq. (1), [Hg(II)Jtotal at any time would be
[Hg(II)]total = [HgI~-J+[HgI~-J ... (2)
provided there are no free Hg2+ ions.
Substituting the value of [HGI~-) from Eq. (1),
the value of [Hg1~-) becomes
[HgPa-]= [Hg(ll)Jtotal ... (3)l+K[1-]
In aq. solution, HeHO exists only in the hydrated
Iorm", The above experimental findings lead to
the mechanism as shown in Scheme 1.
On the basis of Scheme 1, the rate law may be
written as
- d[HJ?1)] = k1[C2][HgPi] ... (4)
Substituting the values of [C2] and [Hg1\jJ from
step (ii) and Eq. (3) respectively the final rate
expression Comes out to be
_ d[Hg(II)] = k1K1K2[HCHO][OH-]2[Hg(II)]total ... (5)
dt l+K[1-]
where kl' Kl and K2 are the constants.
The rate law (5) clearly explains the observed
kinetics. The existence of species C1 and C2 have
been postulated in the Cannizzaro reactions and
the doubly charged anion (C2) has been considered
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to be more reactive. This is further supported by
the work of Neorgi". Barmashenkow. I.ukesll and
Shanker-f in the oxidation of forrnaldehyder'' by
Cu(II). The rate determining step (iii) involves
two-electron transfer as shown in Scheme 1. This
has already been established by Helpern et al.14 and
Littler'! in the oxidation of CO and cyclohexanone
by Hg2+ ion respectively. As one mole of HCHO
requires one mole of mercury and that Hg(II) is
reduced to Hg(O) , it clearly indicates formic acid
to be the oxidation product of formaldehyde.
It may be noted that the study was carried out
at lower [alkali] where the possibility of Cannizzaro
reaction is negligible.
Validity of the rate law (5) can be verified under
different conditions by rewriting it in the form of
Eq. (6).
1/- d[Hg(II)I _ .. =l~=--o=_
dt - akl[HCHO][OH ]2[Hg(II)]total
K[1-]
+ ak1[HCHO][OH-]2[Hg(II))total ... (6)
where a = K1K2•
The linear plots of l/rate versus [1-], l/[Hg(II)]total>
1/[OH-]2 and l/[HCHO] clearly Confirm the validity
of rate law (6). Various constants obtained from
the above plots are given in Table 5.
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